Introduction
Iron(II) solutions are widely utilized as one type of reducing agents, and as a reference of iron(II) determination. [1] [2] [3] An iron(II) standard solution can generally be prepared by dissolving ammonium iron(II) sulfate hexahydrate (Mohr's salt), the purity of which is usually standardized with cerium(IV) or potassium dichromate. Iron(II) is unstable even under highly acidic conditions, mainly due to air-oxidation; accordingly, its solution must be standardized before use. Early in the 1900s McBain reported fundamental research on the air-oxidation of iron(II) salts including iron(II) sulfate in several acidic aqueous solutions. 4 Many studies have considered the mechanism [5] [6] [7] [8] [9] [10] [11] [12] [13] [14] [15] involving the oxidation of iron(II) in nonaqueous solvents, 16 as well as seawater and other complicated systems. [17] [18] [19] [20] [21] [22] [23] [24] However, such fundamental information of the stability of iron(II) is not enough, because a skillful analyst could obtain a relative standard deviation (RSD) of less than 0.1% as the repeatability of volumetric analyses.
In the present study, the concentration of an iron(II) solution was accurately determined through two different paths: coulometric titration with electrogenerated cerium(IV) and gravimetric titration with a standard potassium dichromate. Coulometric titration yields assays on an absolute basis without any reference materials, which is highly accurate compared with other chemical analysis methods. Iron(II) could be assayed by coulometric titration with cerium(IV) electrogenerated from cerium(III); however, coulometric titration has not fully been established. Furman et al. assayed ca. 0.02 mol L -1 ammonium iron(II) sulfate both by coulometric titration with electrogenerated cerium(IV) and by conventional volumetric titration with potassium dichromate; 25 the differences between both results by the methods were relatively from -0.16 to 0.19%. Bishop et al. studied the current efficiency of the electrolytic oxidation of cerium(III) using several electrodes; 26 they summarized that the current efficiencies were 97.71 to 99.94% (with a platinum electrode), 99.33 to 99.95% (with a glassy carbon electrode) and 94.08 to 99.91% (with a gold electrode). The current efficiencies did not reach 100%, and were not sufficient to standardize iron(II) solutions for precise volumetric analyses. The value of the titration efficiency is naturally higher than that of the current efficiency; accordingly, we examined coulometric titration using an electrolyte containing iron(II) with a platinum electrode in order to evaluate the titration efficiency. The accuracy in the coulometric titration of iron(II) was evaluated by comparing with gravimetric titration using potassium dichromate as a certified reference material. Finally, it was found that the titration efficiency was sufficient to assay an iron(II) solution, and new useful information concerning the stability of iron(II) solutions in aqueous sulfuric acid was obtained.
Experimental
Iron(II) solutions were prepared by dissolving analytical reagent-grade ammonium iron(II) sulfate hexahydrate (Mohr's salt) or iron(II) sulfate n-hydrate in 0.9 to 1.8 mol L -1 sulfuric acid. Approximately 2 L of each solution for the stability study was prepared and stored in a polypropylene bottle. The densities for all iron(II) solutions were assumed to be 1 g cm -3 for air buoyancy corrections.
The Faraday constant used for coulometric titration was 96 485.339 9 C mol -1 . 27 High-purity potassium dichromate for validation was NMIJ CRM 3002-a, 28, 29 the certified value (purity in mass fraction) of which was 99.974 ± 0.011% (k = 2) (the value after ± indicates the expanded uncertainty expressed with the coverage factor following "k ="). The density of the material needed for air buoyancy correction, was 2.68 g cm -3 . 30 2012 © The Japan Society for Analytical Chemistry † To whom correspondence should be addressed. E-mail: t-asakai@aist.go.jp An iron(II) solution is often used as a reducing agent in titrimetry and standardized with cerium(IV) or potassium dichromate. Such an iron(II) standard solution is needed for not only titrimetric analyses, but also instrumental ones. Iron(II) is unstable even in a highly acidic solution, mainly due to air-oxidation; therefore, its standardization is required before use. In the present study, the concentration of an iron(II) solution was accurately determined by coulometric titration with electrogenerated cerium(IV), and also by gravimetric titration with a standard potassium dichromate; new useful information concerning the stability of iron(II) solutions in aqueous sulfuric acid was obtained. The current efficiency of the coulometric titration with electrogenerated cerium(IV) was not very high; however, it was found that the titration efficiency was sufficient to assay an iron(II) solution. The instruments for coulometric titration were described in detail previously, 31 and are briefly described here. A salt bridge was silicic acid gel, which was prepared from sodium silicate and sulfuric acid. An anolyte consisted of 0.01 to 0.2 mol L -1 cerium(III) sulfate octahydrate and 0.36 to 2 mol L -1 sulfuric acid, and a catholyte consisted of 2 mol L -1 sulfuric acid. The electrodes were a platinum plate (40 mm wide × 25 mm long; supporting rod, 1.5 mmf × 150 mm long) as a working electrode and a platinum wire (1.5 mmf × 300 mm long) as a counter one. The end-points of both coulometric titration and gravimetric titration were potentiometrically determined with a platinum-mercury/mercury sulfate combination electrode. A plastic syringe with a PFA needle or a PEEK one was used for titrant addition in gravimetric titration, and also for solution-sample introduction to the coulometric titration cell.
Results and Discussion

Current efficiency and titration efficiency for the oxidations of cerium(III) and iron(II)
The current efficiency of the object ions at a particular current was calculated from the ratio of the current in the presence of the ions to that in the absence of ions at the same potential. The measured potential was between the working electrode and a silver/silver chloride electrode as a reference electrode. The potential vs. current curves under more than twenty conditions were obtained for the following solutions, and some of the curves are shown in The potential for 0.9 mol L -1 sulfuric acid at which 0.000 mA was indicated was about 1240 mV; the current efficiency under almost all conditions mentioned above was, therefore, substantially 100% at less than 1240 mV. The current efficiencies of cerium(IV) generation calculated from the results given in Fig. 1 were ca. 99.95% (at 30 mA) and ca. 99.82% (at 100 mA) for 0.1 mol L -1 cerium(III) in 0.9 mol L -1 sulfuric acid. Titration efficiencies for iron(II) were 100.000% (at 30 mA) and 100.000% (at 100 mA) under the condition of 70 mL of 0.1 mol L -1 cerium(III), to which 25 mL of 0.1 mol L -1 iron(II) in 0.9 mol L -1 sulfuric acid was added as a sample, because their potentials were less than 1240 mV. In spite of the current efficiencies of cerium(IV) generation being actually poor, the titration efficiencies were substantially 100% for the electrolyte solution containing a large amount of iron(II). The concentration of iron(II) as a sample decreases when approaching the end point; cerium(III) is, of course, needed to completely continue the oxidation of iron(II), even if the current efficiency of cerium(III) is a little poor.
The larger concentration of cerium(III) led to a higher current efficiency in several different concentrations of sulfuric acid, described above. However, 0.2 mol L -1 cerium(III) in 0.36 to 3 mol L -1 sulfuric acid could not be prepared, due to the solubility of cerium(III) sulfate octahydrate. For the same cerium(III) concentration, the potential for more than 0.9 mol L -1 sulfuric acid at which 0.000 mA was indicated was lower than that for 0.36 to 0.9 mol L -1 sulfuric acid: i.e., the higher concentration of sulfuric acid indicated the relatively poorer current efficiency. Using perchloric acid instead of sulfuric acid in a supporting electrolyte, the current efficiency was not significantly improved. Finally, 0.1 mol L -1 cerium(III) in 0.9 mol L -1 sulfuric acid was adopted as a supporting electrolyte in the present study.
Standardization of iron(II) by gravimetric titration with potassium dichromate
Gravimetric titration with standard potassium dichromate was carried out to validate the titration efficiency of the coulometric titration. The results and uncertainties for the gravimetric titration are described in this section. The general procedure of gravimetric titration was the same as that for acid-base titration described in the past report, 31 unless otherwise stated in the present paper.
Approximately 0.1 g of the potassium dichromate (NMIJ CRM 3002-a) dried at 150 C for 1 h was weighed with a resolution of 1 μg, and was dissolved in 40 mL of water. The potassium dichromate was titrated with a 0.1 mol kg -1 iron(II) solution using a plastic syringe.
The end point was potentiometrically detected with a platinum-mercurous combination electrode. A fixed end-point potential of 234 mV was chosen, which was estimated by a third-order polynomial approximation from several titration curves. The reproducibility expressed as a standard deviation was much lower than 20 mV, and included in the combined standard uncertainty. The added amount of the titrant was calculated from the masses of the syringe both before and after titration. Several gravimetric titration assays were carried out within one day, and the average value was 98.486 mmol kg -1 (RSD 0.015%, n = 5; n is the number of measurements under a repeating condition) based on the certified value of the potassium dichromate.
The uncertainty budget for the gravimetric titration is given in Table 1 . The repeatability indicated was RSD for the mean: the experimental RSD divided by the square root of the number of measurements. The end-point potential was fixed for a constant voltage of 234 mV: i.e., the usual inflection point of the titration curve.
The uncertainty of the potentiometric end-point determination was calculated from the reproducibility of the end-point potential, which was conservatively estimated as a standard deviation 20 mV. High accuracy for the assay of iron(II) was obtained by gravimetric titration.
Comparison of assays by coulometric titration and by gravimetric titration
The assays of ca. 0.1 mol kg -1 iron(II) through two different ways are shown in Fig. 2 : coulometric titration with electrogenerated cerium(IV) and gravimetric titration with standard potassium dichromate. The uncertainty estimated for coulometric titration is presented in Table 2 . The apparent assays by coulometric titration were obtained by changing both the mass of the iron(II) sample solution and the electrolysis current. Coulometric titration assays obtained using more than 10 g of the iron(II) solution were in good agreement with the assay obtained by gravimetric titration. From the viewpoint of measurement uncertainties, there was no significant difference between the assays with electrolyses at 30 and 100 mA for the range of the sample sizes used, though the assays with electrolysis at 100 mA tended to be slightly higher. The comparison of assays by coulometric titration with those by gravimetric titration indicated that the coulometric titration was a sufficiently precise and accurate method to determine the concentration of iron(II) without any reference materials.
Nevertheless, the coulometric titration assays using less than 5 g of the iron(II) solution gave higher values compared with the gravimetric titration assays. Since the assays by gravimetric titration and by coulometric titration were consistent for the larger mass of the solution, it was proved that the coulometric titration of iron(II) achieved a substantially 100% titration efficiency; conversely, the apparent assays for the smaller mass of the solution were higher, due to the low current efficiency. The stability study was carried out with electrolysis at 100 mA.
Stability of iron(II) solutions investigated with coulometric titration
The stability of iron(II) solutions investigated with coulometric titration using cerium(IV) electrogenerated at 100 mA is shown in Fig. 3 . The iron(II) solutions examined were 0.01 and 0.1 mol kg -1 ammonium iron(II) sulfate hexahydrate dissolved in deaerated 0.9 and 1.8 mol L -1 sulfuric acid. An iron(II) solution of 0.1 mol kg -1 iron(II) sulfate dissolved in deaerated 0.9 mol L -1 sulfuric acid and that of 0.1 mol kg -1 ammonium iron(II) sulfate hexahydrate dissolved in non-deaerated 0.9 mol L -1 sulfuric acid were also examined. Every deaerated solution was stored in a bottle purged with argon gas after preparation, and after use. The mass of a sample solution used for a single measurement was ca. 10 g. Combined standard uncertainty (relative), % Expanded uncertainty (coverage factor k = 2), % 0.016 0.032 Table 2 The concentration decrease of iron(II) in every solution was in proportion to the storage duration. When the source material was replaced from ammonium iron(II) sulfate hexahydrate to iron(II) sulfate, the decrease rate was unchanged for 0.1 mol kg sulfuric acid, and -0.174 mmol kg -1 (-0.188%) for 0.1 mol kg -1 iron(II) in non-deaerated 0.9 mol L -1 sulfuric acid. The concentration of iron(II) in a non-deaerated medium considerably decreased in comparison with that in a deaerated one. The iron(II) solution of one-tenth concentration of iron(II) was relatively six-times more stable. On the occasion of every measurement, air exposure of the stored solution was unavoidable, though it was purged after use. Since the slopes of the decrease in the concentration were clearly linear, regardless of opening and closing the bottles for the measurements, the oxidation rates were dominated by the iron(II) concentration and the initial condition of deaeration or non-deaeration.
From the viewpoint of the titration efficiency, the assays presented in Fig. 3 must have some small biases, especially for 0.01 mol kg -1 iron(II) solutions, since the smaller samples (ca. 10 g) were electrolyzed at 100 mA. The titration efficiency could be near its boundary to accurately assay iron(II) with electrolysis at 100 mA considering the current efficiency; however, it was large enough to evaluate iron(II) stability. Finally, the stability data obtained by coulometric titration with high repeatability are very informative for analyses using iron(II) solutions.
There have been plenty of studies concerning the mechanism of iron(II) oxidation. Oxidation has a complicated mechanism, which involves several reaction steps; the reaction rate depends on many factors, such as the pH, catalytic impurities and temperature. According to a summary in the report of Chmielewski et al., 8 the oxidation rate of iron(II) in aqueous sulfuric acid was proportional to the square of the concentration of iron(II), the partial pressure of oxygen and approximately -0.3 power of the concentration of hydrogen ions around room temperature. Our results did not contradict the past studies, but more detailed discussion was a little difficult, since the experimental partial pressure of oxygen was not controlled precisely. Just for information, the amounts of dissolved oxygen were measured by a handheld dissolved oxygen meter (a Type OM-51-L1, HORIBA, Ltd., Kyoto, Japan). The amounts of dissolved oxygen for freshly deaerated 0.9 to 1.8 mol L 
Conclusions
Iron(II) solutions were accurately assayed by coulometric titration and by gravimetric titration. The current efficiency of coulometric titration with electrogenerated cerium(IV) was not so high; the titration efficiency of iron(II) was, however, substantially 100%. It was found that the coulometric titration with electrogenerated cerium(IV) using a platinum electrode was suitable to assay iron(II) contents. An approximately 0.1 mol kg -1 iron(II) solution, which is used in American Chemical Society Specifications-Reagent Chemicals, was oxidized in a deaerated medium by less than 0.05% a day. An approximately 0.01 mol kg -1 iron(II) solution in a deaerated medium was more stable, whose concentration decrease was less than 0.01% a day. Analysts who use iron(II) solutions should suitably standardize them against an oxidimetric standard with an acceptable uncertainty; the information on the iron(II) stability in the present study is helpful in such an occasion. 
